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ABSTRACT 
Trie trier modynamic properties of the transfer 
iiGl( non-aqueous solvent) ^-MU1( water) 
vrj.ce investigated at several temperatures. A potentiometric 
method was used tc study this reaction, and it employed the 
cell 
AgCl; mCl (non»aqueous\ 
^solution ) x 11G ± / aq ue o us \ ; Ag 01 isolation) 
A Q . 
Prom potential measurements on this cell the values of the 
free energy, entropy, ana enthalpy of transfer were obtained. 
Experimental measurements were maue in a type of ceii 
that had been previously used to determine the activity co­
efficients of various solutes in water. These cells have 
been referred to as concentration cojlIS. The entire cell 
consisted of two similar cell milts, To perform tne 
measurements oacm cell nit had placed in it a silver-silver 
chloride electrode and a long capillary tube through wnich 
alicali metal a.iax,,am flowed, formin 0 th3 aixaii xaetal amalgam 
Both types of e l ec t rodes used in t n i s research were 
prepared by standard procedures . The s i l v e r - s i l v e r ch lo r ide 
e l ec t rode was prepared oy f i r s t p l a t i n g s i l v e r onto a 
platinum gauze and then forming s i l v e r ch lor ide on top of 
the s i l v e r by anodiza t ion . A carefu l check was made at a l l 
times to insure tha t the p o t e n t i a l d i f f e rence between the 
s i l v e r - s i l v e r ch lo r ide e l ec t rodes themselves was always at 
a minimum. The amalgam was prepared by tne e l e c t r o l y s i s of 
a concentrated a l k a l i metal hydroxide s o l u t i o n wi th the metal 
p l a t i n g out in to a pool of mercury. The amalgam was dr ied 
and s to red in an evacuated g l a s s bulb u n t i l ready for use. 
A l l of the ma te r i a l s used in t h i s research—mercury, 
sodium c h l o r i d e , potassium c h l o r i d e , water , methanol, and 
e thylene g l y c o l - - w e r e p u r i f i e d by methods which had been 
employed p r e v i o u s l y by other workers . 
Both the non-aqueous s o l u t i o n and the aqueous so lu ­
t i o n being used in a s i n g l e measurement had t he i r concen­
t r a t i o n s in terms of mole f r a c t i o n uni t s equal . The mole 
f r a c t i o n s were equal because t h i s equa l i t y made a v a i l a b l e 
to tne so lu t e i on -pa i r being t rans fe r red an i d e n t i c a l number 
of so lven t molecules in each s o l v e n t . This meant tha t the 
so lu t e p a r t i c l e s nad an equal chance fo r so lven t i n t e r a c t i o n 
in both s o l v e n t s . Tne so lu t ions were prepared and t r ans ­
f e r r ed to t h e i r r e s p e c t i v e c e l l uni ts with a minimum contact 
wi th the atmosphere. The so lu t ions were forced from the i r 
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containers to tne cell units by the use of solvent-saturated 
oxygen-free nitrogen. 
From the values of tne electromotive force of trans­
fer, E t , the free energy, A F t , the entropy, A 3 t , and the 
enthalpy, A H t , of transfer had to be obtained. A fourtn 
degree equation expressing E, as a function of the mole 
t 
fraction, was obtained for each temperature. For certain 
chosen values of l^* was calculated at several tempera­
tures. At a particular a second degree equation with 
A F t as a function of the temperature was calculated. By 
the use of this equation, A S t was calculated and, since 
A S t and A F-t for a particular temperature were known, A 
was then available. These thermodynamic quantities were 
available for various mole fractions for the transfer of 
potassium and sodium chloride from methanol to water and 
from ethylene glycol to water. These quantities covered 
various ranges of concentration; however, the lowest concen­
tration in each case was 0 . U 0 0 £ mole fraction units. This 
minimum concentration gave about a 0.05 molal water solution. 
With the type of alkali metal amalgam electrodes used in 
tnis research, this is about the minimum concentration that 
can be measured with any accuracy. Tne upper limit on the 
concentration ranges covered was governed by the solubility 
of the solute in the non-aqueous solvent. 
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The theoretical study of the transfer can be made by 
observing the nature of the folowing reactions: 
>1C1 f non-aqueou i solvent •>MGl/ hypothetical [ non-aqueous solvent V ->-MCl /hypotheti cal water \solution 
t 
MCI (water) and MCI fnon-aqueousN solvent 
->-MCl( Vac um) -^MCl(water) 
The overal process for both of the reactions above is the transfer process which is to be investigated. The first 
reaction gives the expression: 
* RT In f1 
wher  f^  and are the mean rational activity coeficients 
of the solute in the aqueous and non-aqueous solutions res-
o 
pectively. h. Ft is the free energy of transfer from the 
hypothetical non-aqueous solution wher  the activity is one to the hypothetical aqueous solution wher  the activity is o one. £\ is also equal to the free energy of transfer at extrme diluton and is the fre nrgy due nly to solvent-solute interaction. Use of the Deby-Huckl thery shws 
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that A F-fc In the dilate region is a straight line function 
witn respect to E^,. A relation was found to e.. 1st between 
the standard electrode potentials of tne electrodes being 
used and the electromotive force of transfer. 
investigated from a solvation viewpoint. B o r ^ s theory 
gives an expression for the transfer, 
where N is Avogadro's number, e Is trie electronic cnarge, 
r is the ionic radius, and D and D* are trie dielectric con­
stants of tne water and non-aqueous solvent respectively. 
It had been previously reported that Born's theory did not 
give the correct results for the transfer of certain alkali 
metal chlorides from methanol-water mixtures to water. The 
reason given for this inconsistency was that the ions in 
the non-aqueous solvent mixture ordered the structure of the 
solvent more than they ordered the structure of the water. 
Thus, the experimental results were not explained by the 
Born theory because it did not consider the order-destroying, 
order-producing nature of the ions. 
The experimental results showed that the Born theory 
could predict the A F t for trie ethylene glycol transfer, but 
I 
2" 
From the second equation the transfer process was 
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not for the methanol transfer. The entropy of transfer 
gives a measure of the order-disorder nature of the ions; 
it was found to be large for the methanol and smaller for 
the glycol transfer. 
The major points brought out by tnis research are 
the following: 
(1) The electromotive force of transfer is a fun­
ction of the activity coefficients of the solutions being 
used. 
( 2 ) The "limiting law" for the transfer process 
expresses A as a function of N|. 
(3) The Born theory does not completely describe 
the transfer process. 
( I 4 . ) The deviations between the experimental values 
of A F^ and those calculated by use of the Born theory are 
best explained by considering tne order*-disorder producing 
nature of the solute's ions on the solvent. 
(3) The ordering-disordering nature of ions can be 
evaluated from trie entropy of transfer. 
Some work was done on the conductivity of sodium and 
potassium chloride In methanol and ethylene glycol. The 
dissociation constants of the solutes were determined by 
Shedlovsky 1s method. It was thought that conductivity 
studies were needed to determine tne amount of association 
in the s o l v e n t s , bat these s t ad i e s were i n c o n c l u s i v e . 
More work i s needed on both the theory and experimental 
phases of the conduc t iv i t y of "s t rong" e l e c t r o l y t e s in 
non-aqueous so lven t s before any a p p l i c a t i o n can be made. 
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CHAPTER I 
INTRODUCTION 
In h i s recent book Gurney (1) shows how the fo rces 
of i n t e r a c t i o n s involved in so lu t ions conta in ing ion ic 
s o l u t e s might be s tudied by i n v e s t i g a t i n g the process of 
t r a n s f e r r i n g a simple 1:1 s a l t from a non-aqueous so lven t 
to water . The above process might be represented by 
where M i s any element wi th a p lus one ox ida t ion s t a t e and 
so lven t and water r e s p e c t i v e l y . 
In order to study the process from the viewpoint of 
the i n t e r a c t i o n s e x i s t i n g between so lu te and so lven t par­
t i c l e s the f r ee energy, entropy, and enthalpy for the t r ans ­
f e r should be computed a t var ious concentra t ions of so lu te 
in each s o l v e n t . These fundamental thermodynamic q u a n t i t i e s 
should be c a l c u l a t e d a t constant pressure and at var ious 
temperatures. Once these q u a n t i t i e s are obta ined, c e r t a i n 
comparisons can be made between the water and the non­
aqueous s o l u t i o n s . 
(1) 
N 2 and N 2 are the mole f r a c t i o n s of 'AGl in the non-aqueous 
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Gurney (1) outlines one method by which the thermo­
dynamic quantities might be acquired. This method is a 
potentiometric method known as "connecting cells back-to-
bacK." In order to describe this metnod, one must look at 
the ordinary cnemical cell 
M (Hg) MCI N 2 
\ H 2 ° 
AgCl-Ag 
with the following cell reactions taking place 
M (Hg)-
->-M + Up: + e 
AgCl + e. CI * Ag 
and with 
M (Hg) Age: + Hg + A; 
being the total cell reaction. Similarly, for trie non­
aqueous solution tne chemical cell would oe 
1^2 in \ 
MCI \ non-aqueous) 
solvent J 
AgCI-Ag. 
Connecting eacn of tne above cells "back-to-back," the 
chemical cell formed would be: 
Ag-AgCl MCI / N 2 i n n o n ^ 
I aqueous 
I solvent 
M( Kg) MCI N 2 i n' 
HoO 
AgCl-Ag ( 2 ) 
3 
which has for its chemical reaction, reaction (1). For 
statistical reasons which will be shown later, it was found 
that the mole fractions of MCI on each side of cell ( 2 ) 
i 
should be equal, i, e,, N 2 = J^, for all the measurements of 
electromotive force. By measuring the electromotive force 
of cell ( 2 ) for various concentrations at several tempera­
tures, the thermodynamic quantities for the transfer are 
obtained as functions of the mole fraction. Extrapolating 
these values to trie region of extreme dilution, one is then 
able to obtain the free energy, entropy, ana enthalpy of 
transfer for one mole of MCI from a large quantity of the 
non-aqueous solvent to a very large quantity of water. 
This thesis has as its purpose the investigation of 
the transfers described by reaction (1) and has employed 
cell (2) as a means of accomplishing this purpose. As was 
stated, the investigation is carried out by first measuring 
the electromotive force of cell (2) under various conditions, 
then calculating trie necessary thermodynamic quantities, and 
finally interpretating the extrapolated values in order to 
obtain their exact physical significance. 
The interpretation of the quantities involved a com­
parison between the nature of MCI in the non-aqueous solu­
tion and the nature of MCI in the aqueous solution. The 
thermodynamic properties of transfer are essentially the 
difference between the solvation properties of water and 
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those of the non-aqueous s o l v e n t . The f ree energy of t r ans ­
f e r would be the sum of the f ree energy l o s t by tne water 
when an ion p a i r h a s been introduced in to tne water and the 
f ree energy gained by the non-aqueous so lven t when the ion 
p a i r has been removed from i t . The enthalpy of t r ans fe r 
might g ive the sum of the heat e f f e c t s which are invo lved 
in the t r a n s f e r . The entropy of t r ans fe r should g ive some 
idea as to the a b i l i t y of the ions to b r e a K down or b u i l d 
up the s t ruc tu re of the non-aqueous so lvent as compared wi th 
t h i s same a b i l i t y in water . 
Research concerning thermodynamic q u a n t i t i e s of t r ans ­
f e r has been very s l i g h t . Gurney (I) g i v e s a few graphs 
showing data wnicn he has accumulated, from unpublished r e ­
search . He does not g ive any complete experimental d e t a i l s 
as to how the data were obtained. The data which he presents 
are tnose for t r a n s f e r r i n g MCI, NaCi, KC1, and L i C l from 
water to var ious water-methanol mixtures and in some cases 
pure methanol. 
This t h e s i s attempts to extend the data and ideas of 
Gurney and apply h i s treatment to the t r ans fe r of var ious 
so lu t e s from ethylene g l y c o l to water . A l s o , a method i s 
shown whereby ce r t a in e lec t romot ive force values from the 
l i t e r a t u r e might be used to c a l c u l a t e the thermodynamic 
q u a n t i t i e s fo r HC1 and other s imi l a r s o l u t e s . 
5 
CHAPTER II 
POTENTIOMETRIC EXPERIMENTAL METHODS 
Equipment 
As previously stated, tne cell needed to measure the 
thermodynamic quantities of transfer is shown by (2). The 
actual apparatus used for making these measurements is 
similar to that described by Maclnnes and Parker and Harned (2), 
Maclnnes and Parker used their apparatus for the 
measurement of concentration cells wnere both sides of the 
ceil nad the same solvent but the concentration of the solute 
was different. This type of apparatus has been used often 
for measuring the electromotive force of concentration cells 
and thus determining the activity coefficients of various 
salts in aqueous solutions and, for a small number of cases, 
in non-aqueous solutions. 
The apparatus which was used for tnese measurements 
differed only sligntly from tnat of Maclnnes and Parker. 
Two identical units made up the complete cell. Each unit 
had a chamber for the amalgam electrode and a smaller chamber 
for the silver-silver chloride electrode. The amalgam cham­
ber was 8 3/4- inches in length from the top to the narrow con­
striction, which led to a large bulb. On the other end of 
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the bulb was a stopcock. A 10 millimeter glass tube led 
from the side of the amalgam electrode chamber to the bottom 
of the silver-silver chloride electrode chamber. The silver-
silver chloride electrode chamber was inches in length 
and had attached to its side a short piece of glass tubing 
which was knurled for the attachment of plastic tubing. The 
tubing was used to carry the solution into the cell. The 
upper ends of both electrode chambers had a 2l\./k® 3 glass 
joint. 
Silver-silver chloride electrodes.--The silver-silver chloride 
electrodes used were of the type described by Maclnnes and 
Beattie ( 3 ) . The electrodes were held in place in the cham­
ber by measn of a 2I4./I4.O 3 glass joint fitted with a lj.-inch 
piece of 8-millimeter glass tubing. A small platinum wire 
was sealed into the end of the glass tube; a one square centi­
meter piece of platinum gauze was spot-welded on the end of 
the platinum wire. Silver was then plated onto the gauze from 
a 0.1 formal solution of potassium argentocyanide at a current 
density of 0.5 ampere per square decimeter for eight hours. 
Silver chloride was deposited on the silver-platinum gauze 
from a 0.05 formal solution of sodium chloride at a current 
of 5 to 7 milliamperes for 10 to 20 minutes. Electrical con­
tact was made with the platinum gauze by placing mercury in 
the glass tube holding the platinum wire and gauze. 
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The electrodes were compared with one another at 
various times during the course of this problem. The com­
parison was made by placing the electrodes into a 0.05 
formal sodium chloride solution at constant temperature for 
about one hour. The potential difference between the 
electrodes was then measured. The electrode which was used 
for the non-aqueous solutions was always slightly higher in 
potential than the one used in the aqueous solution. The 
value of the potential difference in millivolts was never 
allowed to be more than 0.2, which was less than the error 
incurred in the measurements. If the potential difference 
in millivolts was larger than 0.2, the electrodes were dipped 
into concentrated ammonium hydroxide solution, washed, and 
then replated with silver chloride. 
The silver-silver chloride electrodes used were 
sturdy and able to withstand the rather rough treatment which 
was needed for each measurement; i. e., the electrodes had 
to be dry before being placed into the various solutions. 
The electrodes were prepared for the measurement by washing 
first with distilled water and then with methanol and dried 
in a stream of nitrogen. 
Much time was consumed by using the silver mirror type 
of electrode described by Purlee and Grunwald (ii). It was 
found to be too fragile to undergo the rigorous drying 
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procedure without suffering some damage. 
Amalgam electrodes.--The amalgam electrodes were formed by 
flowing the alkali metal amalgam from capillary tubes into 
the chamber. The amalgam flowed from the capillary through 
the solution, past the constriction, and into the bulb. The 
amalgam container was a 500 milliliter Erlenmeyer flask which 
had been sealed at the top with the exception of two stop­
cocks—one being vertical at the top of the container and 
the other being horizontal about one inch below the top. 
Attached to the bottom of the flask were two capillary stop­
cocks, and attached to each stopcock was a piece of capil­
lary tubing which had been pulled to a small diameter. Each 
of these capillary tubes was fitted into the cell units. 
They were held in place by rubber stoppers. The stoppers 
were boiled in concentrated sodium hydroxide for one-half 
hour before being used in the apparatus. 
For the preparation of the alkali metal amalgam triply 
distilled mercury was used, and the amalgam preparation 
followed basically the procedure given by Harned ( 5 ) . About 
300 milliliters of mercury were placed in a large glass dish 
which was then covered with one-half liter of a ten formal 
alkali metal hydroxide solution. The alkali metal was plated 
into the mercury at a current of one ampere for a period of 
time long enough to give a 0,01 per cent amalgam. The hydrox­
ide solution was poured off of the amalgam as well as possible, 
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and the remainder sucked off by using an aspirator pump. 
The amalgam was washed with methanol quickly and then sucked 
into a I4.OO milliliter glass bulb fitted with two stop-cocks — 
one directly opposite the other. One stopcock was attached 
to a vacuum pump and the other was used to suck the amalgam 
into the bulb. After the amalgam was in the bulb the pump 
was left running for twenty-four hours, and at that time the 
stopcock was closed and the bulb left standing for at least 
four days before being opened. When the amalgam was needed 
it was used within a two-day period. It was drained, as 
needed, into the amalgam container of the cell, which always 
contained an atmosphere of nitrogen. A relatively small 
amount of oxidation was observed to occur in the amalgam, 
and any residue due to oxidation appeared to float on the 
surface of the amalgam. The residue did not seem to come 
into contact with the solutions being studied. 
Potentiometer circuit.--A K - 2 type Leeds and Northrup poten­
tiometer was used for the measurement of the electromotive 
force of cell ( 2 ) . The circuit consisted of a Leeds and 
Northrup 2 I 4 . 3 O D-C galvanometer, an Eppley Lab standard cell 
with a voltage of 1 . 0 1 8 6 0 volts at 2 0°G, and a six-volt lead 
storage battery with a resistance box in series with the 
storage battery and potentiometer. All connections were 
made with eight B and S gauge insulated copper wire. 
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The galvanometer rested on a small table which had 
its feet resting in a box containing one hundred pounds of 
sand. This arrangement gave a sturdy base for the galvano­
meter, and little or no vibrations were observed by the 
galvanometer due to outside disturbances. 
Solvents 
In this research water and two non-aqueous solvents, 
methanol and ethylene glycol, were used. They were puri­
fied by methods which seemingly have common acceptance. In 
Table I data are given for the measured values of the re­
fractive indices and the specific conductivities of the pure 
solvents at 25°C. 
TABLE I 
SOLVENT DATA 
Refractive Specific 
Index for Gonduc-
Sodium D tivity 
Light 
Water 1.33228 2.0 x lo" ohm" cm 
Methanol 1.32650 7 . 7 x 10 " 6 
Glycol l.^ j-3031 2.1 x 10" 6 
''""Ethylene glycol will be referred to as glycol through­
out the remainder of this thesis. 
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Water.--Distilled water was purified by the method described 
by Glasstone ( 6 ) . The water was redistilled from an alkaline 
potassium permanganate solution with nitrogen bubbling through 
the solution. The water was collected in tared 250 milliliter 
Erlenmeyer flasks fitted with a glass joint. The flasks were 
stoppered and set aside until needed. 
The nitrogen used in the distillation and in other 
phases of this research was treated by bubbling it, first 
through a cuprous chloride--ammonium chloride-ammonium hydrox­
ide solution, then through a concentrated sulfuric acid solu­
tion, and finally through a drying tower packed with solid 
sodium hydroxide and calcium chloride. This treatment was 
to remove any oxygen which might have been in the nitrogen. 
Ethylene glycol.--Technical grade glycol was distilled three 
times at a pressure of one to two millimeters of mercury. 
The glycol which was collected for further distillation or 
use boiled in the range of 60 to 65°C Nitrogen was bubbled 
through the glycol during each distillation. The glycol was 
collected in a 2000 milliliter round bottom flask after the 
first and second distillations. During the third distillation 
the glycol was caught in tared 250 milliliter Erlenmeyer 
flasks similar to those used to receive the water. The flasks 
of glycol were likewise stoppered and set aside until ready 
for use. About 130 milliliters of glycol were in each flask. 
After the first distillation a large amount of anhydrous 
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sodium sulfate was added to the glycol, and the solution 
allowed to stand overnight. The glycol was decanted and 
redistilled a second time. 
The purity of the glycol was felt to be very good, 
especially since water does not form an azeotropic mixture 
with glycol as it does with monohydric alcohols. The method 
of purification was that given by Smyth and Walls ( 7 ) » 
Methanol.--The methanol was purified by the method of Vogel 
(8). This method gave relatively pure methanol, but it was 
felt that a much more rigorous purification process should 
be used if one wishes extremely accurate measurements for 
methanol solutions. A method which might be used for higher 
purity is one described by Butler and coworkers ( 9 ) . 
For this research methanol was purified by adding 
50 milliliters of technical grade methanol to 0.3 grams of 
iodine and five grams of magnesium in a 2000 milliliter round 
bottom flask. The flask was fitted with a condenser, and the 
mixture allowed to react and reflux. When the reaction had 
subsided and the iodine color had disappeared, approximately 
one liter of methanol was added to the flask, and the mixture 
refluxed for one-half hour. After this period the methanol 
was distilled over into a tared 2^0 milliliter Erlenmeyer 
flask and treated in the same manner as were the glycol and 
water. Only the alcohol which distilled over between 6)4. to 
65°C was used. The distillation was protected from moisture 
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by using a calcium chloride drying tube connected to the 
adapter. 
Solutes 
Sodium chloride and potassium chloride were purified 
by the recrystallization of J. P. Baker "Analytical Grade" 
reagents. Sodium chloride and potassium chloride were re­
crystallized from a water solution. The water used for the 
recrystallization had been previously treated in the same 
way as the water used in the measurements. Enough salt was 
dissolved in the water to give a saturated solution at room 
temperature; the solution was heated to boiling, filtered, 
and cooled. The solution was saturated with hydrogen chloride, 
cooled, and filtered. The salt was dried in a glass dish at 
llj.0oC for twenty-four hours and stored in a desiccator until 
ready for use. 
Preparation of Solutions 
Why N 2 = N2?--In the introduction it was pointed out that 
the measurements were to be made on solutions having a mole 
fraction of N 2 and N 2 in the water and non-aqueous solvent, 
respectively. It was also stated, without explanation, that 
the mole fraction of the solute in both the aqueous and non­
aqueous solutions should be equal during each individual 
experiment. Before explaining the reason for using solutions 
of equal mole fraction, it should be demonstrated why the mole 
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fraction units of concentration were used instead of other 
units. 
There are three different methods of expressing chemi­
cal concentrations: molarity, molality, and mole fraction. 
One had to be chosen to express the concentrations used in 
this research. Molarity is dependent on the temperature; and 
molality, even though independent of temperature, expressed 
the concentration as a function of the weight of the solvent. 
The mole fraction method, however, was independent of tem­
perature and expressed the concentration as a function of the 
moles or molecules of both solute and solvent in the solution. 
When the mole fractions of two different solutions 
(different in the sense that there is present the same solute 
but different solvents) are equal, equal numbers of solvent 
molecules will be exposed to each individual solute molecule 
or ion pair. For example, in the case of hydrogen chloride 
dissolved in methanol and in water with both solutions having 
the same molality, one finds 32/18 times as many solvent mole­
cules for each solute particle present in the water solution 
as are present in the methanol solution. If the solutions 
were being measured in a cell similar to ( 2 ) but equipped to 
use the hydrogen electrode instead of the amalgam electrode, 
one would find that part of the potential difference measured 
would be due to the fact that the hydrogen ion had more 
chances for attachment in the water solution than in the 
I S 
methanol solution. Thus in order to eliminate this additional 
electromotive force which is due to the unequal number of sol­
vent molecules available to each solute molecule or ion pair, 
the pair of solutions used in each measurement was prepared 
with the mole fraction in each solution the same. 
The non-aqueous solutions.--In every case the solvent was 
finally distilled into tared 250 milliliter Erlenmeyer flasks 
which were sealed with glass stoppers after the proper volume 
of solvent was distilled into them. The flasks were then 
reweighed and the exact weight of solvent in each determined. 
Since the weight of the solvent was known, the correct amount 
of salt which would give the desired concentration was 
weighed out. The salt was weighed into a small vial that 
could be easily and quickly dropped into the flask. After 
the vial was added, the sealed flask was heated slightly to 
increase the dissolution of the salt. In all cases, even 
though the weight of the salt might have been small, the dis­
solving was very slow unless the flask was heated slightly. 
The solutions were cooled and reweighed for checking purposes. 
The aqueous solutions.—Knowing the exact concentration of a 
given non-aqueous solution and the weight of the water in the 
flask, it was an easy matter to calculate the weight of salt 
necessary to add to the water in order to obtain a solution 
of the same mole fraction. The weight of salt to be dissolved 
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in the water, W£> was calculated by the equation: 
Mi W-1 
18.02 
where M-, is the molecular weight of the non-aqueous solvent, 
Wo is the weight of salt in the non-aqueous solution, and 
respectively. The salt was weighed out in a small vial, and 
salt and vial were added to the solvent. 
Measurements 
Each pair of solutions was measured at room pressure. 
The potentials were measured at three different temperatures 
for each set of solutions. The concentration range covered 
by the measurements for the alkali metal chlorides extended 
from 0.0005 mole fraction units to a mole fraction which was 
very close to that of the saturated non-aqueous solution. 
This minimum value of the concentration range was chosen 
since it corresponded to a molality In water of about 0.05. 
As Robinson and Stokes (10) pointed out, this is about the 
lowest concentration at which one can obtain reliable results 
with an alkali metal amalgam electrode. 
In order to make the measurements the cell units were 
cleaned, dried, and filled with nitrogen. They were placed 
on a special rack which gave the proper separation between 
units. The amalgam electrode chambers were side by side. 
The silver-silver chloride electrodes were dried as previously 
W-j_ and Wi are the weights of the water and non-aqueous solvent, 
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described and placed into their proper positions. The cell 
was then placed in the bath and connected by plastic tubing 
to the solution-dispensing apparatus. 
The solution-dispensing apparatus was a special 
arrangement of glass tubing, plastic tubing, and stopcocks 
which would lead each solution into its cell unit with a mini­
mum of contact with the atmosphere. Nitrogen gas forced the 
solution into the proper cell unit. The glass stoppers were 
removed from the flasks containing the solutions, and a wash-
bottle type of apparatus placed in the flask; i. e., one piece 
of glass tubing extended from the outside to the bottom of the 
flask and the other provided an opening at the top. The flask 
with its additional appendage was connected to its appropriate 
place in the nitrogen train. Nitrogen was first bubbled 
through pure water which saturated the nitrogen with water 
vapor. The nitrogen then passed into one of the cell units. 
After a few minutes a stopcock was turned and the nitrogen 
forced the aqueous solution over into the cell., After enough 
solution was in the cell another stopcock was turned to bubble 
nitrogen through the non-aqueous solvent and then into the 
other cell unit. While nitrogen was flowing in this manner, 
the amalgam electrode chamber of the unit with the aqueous 
solution was closed by using the stopper which had sealed the 
flask containing the solution. The non-aqueous solution after 
a few minutes was forced over into its proper cell unit and 
the unit sealed in a similar manner. The cell units were then 
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connected to the potentiometer through the silver-silver 
chloride electrodes. After the cell remained in the con­
stant temperature bath for about an hour, the glass stoppers 
were removed from the cell units. The amalgam container was 
placed above the cell units with a capillary tube in each 
unit. The rubber stoppers on the capillary tubes were seated 
securely into each of the amalgam chamber openings. The 
potentiometer was first calibrated with the standard cell; the 
stopcocks on the amalgam container were opened and measure­
ments were quickly made. At least three measurements were 
made on each pair of solutions, and only a small amount of 
variation was noticed unless the amalgam in the container 
had a large amount of oxide film on its surface. When this 
occurred, the last measurement was likely to be somewhat 
lower than the first and second readings. In order to con­
serve the amalgam the readings were made by opening and 
closing the stopcocks for each reading. 
The constant temperature bath used was made by the 
American Instrument Company and contained fourteen gallons 
of water. The temperature was controlled by a "Quick-Set 
Adjustable" thermoregulator which held the temperature to 
± 0.05°C. The thermometer used in the bath had been checked 
with a National Bureau of Standards thermometer and was found 
to be correct. During the summer months the bath was cooled 
with an auxiliary refrigeration unit, and during the winter 
months with tap water. 
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CHAPTER III 
CONDUCTOMETRIC EXPERIMENTAL METHODS 
Conductivity measurements on the non-aqueous solutions 
used in the potentiometric studies were thought to be desir­
able because possibly some information should be obtained 
concerning the extent of ionization which exists in these 
solutions. By use of the conductivity method, values of 
dissociation constants of the salts in various solvents could 
be obtained. In order to calculate the dissociation constants, 
the resistances of the solutions of varying concentration 
should be measured at a specific temperature. The literature 
gives very little data which could be used to calculate dis­
sociation constants; therefore, much of these data had to be 
obtained by experimental methods. 
Equipment 
Bridge circuit.--In order to measure the resistance of various 
solutions a Leeds and Northrup (Jones and Joseph) conductivity 
bridge was set up. The additional units used in this apparatus 
were a General Radio Amplifier and Null Detector, a General 
Radio Filter, an input transformer, an output transformer, a 
Hewlett-Packard audio-oscillator, and a Dumont cathode ray 
oscillograph. The bridge circuit was arranged according to 
2 0 
the outline of Dike ( 1 1 ) and the instructions furnished by 
the Leeds and Northrup Company. 
Cell.—The conductivity cell used for the resistance measure­
ments followed the design of Daggett, Bair, and Kraus ( 1 2 ) . 
The cell was especially designed for use in measuring the 
resistance of solutions which had very high resistance. 
A 1 0 0 0 milliliter Erlenmeyer flask was fitted with a 
special bulb on the side. This bulb was connected by two 
large glass tubes to the side of the flask. Two large plati­
num discs were secured in the bulb. Each disc was spot-
welded to a heavy platinum wire which passed through the side 
of the bulb and into a small glass tube. Electrical contact 
was made with the disc by placing mercury in the glass tubes 
and dipping wires into the mercury. The top of the flask had 
a 3k/k5 3? glass joint. This glass joint provided a good fit 
for the cap or the special device used for passing solutions 
into the flask. 
The platinum discs were coated with platinum black. 
The procedure used for platinizing was that given by Jones 
and Bollinger ( 1 3 ) . The platinizing solution used was 0 . 3 
per cent in chloro-platinic acid, 0.02511 in hydrochloric 
acid, and 0.02$ per cent in lead (II) acetate. The platini-
zation was carried out at 0 , 0 1 ampere for ten minutes, re­
versing the circuit every ten seconds. The resistance of a 
0 . 0 0 0 1 3 N HCl solution was measured at different frequencies 
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in order to detect any variation due to poor platinization. 
After platinization and before each measurement, the 
cell was given a steam-cleaning. The cell was cleaned with 
steam for thirty minutes, allowed to drain, rinsed with 
methanol, and dried in a stream of nitrogen. 
The cell constant was determined in the following 
manner. Pour 0 .01D water solutions of potassium chloride 
were prepared with extreme accuracy, and the resistance of 
each solution measured. The average resistance was deter­
mined, and using the specific conductance of the 0 . 0 1 D potas­
sium chloride solutions given by Jones and Bradshaw (LLJ.), 
the cell constant was calculated to be O.Z03k^ ± 0 . 0 0 0 2 Q at 
25°G. Appropriate correction was made for the conductivity 
of the water used. 
Measurements 
The cell was cleaned and dried before use each time. 
In order to place a solution into the flask, a special system 
of tubing and stopcocks was used which was similar to that 
used for the potentiometric measurements. Nitrogen was bubbled 
through pure solvent to saturate the nitrogen with the vapor 
of the solvent. Nitrogen gas forced the solution into the 
cell through a special cap. This cap had one long piece of 
glass tubing extending down into the cell through which the 
solution passed and another short glass tube opening to the 
atmosphere. It was a wash-bottle type of arrangement. After 
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the solution was placed in the flask, the special cap was 
exchanged quickly for a regular cap, which was completely 
sealed. The regular cap was attached to the flask by use 
of wire springs. 
With the solution in the cell, the cell was lowered 
into the bath, and wires from the bridge were connected to 
the cell. The bath was the same constant temperature bath 
that had been for the potentiometric measurements. The only 
difference in the materials being used was that instead of 
water Gulf Mineral Seal Oil was placed in the bath. The 
temperature of the bath was held at 25.00 ±0.02°C. After 
about one hour the resistance of the solution was measured 
according to the procedures given by Dike ( 1 1 ) and the Leeds 
and Northrup Company. 
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CHAPTER IV 
METHODS OP CALCULATION 
Potentiometrie 
The potentials of the two cells which were connected 
back-to-back were measured at three different temperatures 
and at definite compositions. The mole fraction of the solute 
was always the same in the two cells. The free energy of 
transfer, A F t , entropy of transfer, A S t , and enthalpy of 
transfer, /\H^, were calculated from these measured poten­
tials and their temperature differentials. The values in 
each case are for the transfer of one gram formula weight 
of solute from the non-aqueous solvent to a water solution 
at the same mole fraction of solute. The formulas which were 
u s e d in making the c a l c u l a t i o n s are given below. 
Once the electromotive force of transfer, E^, was 
measured at several concentrations for a single temperature, 
a fourth degree equation was fitted to the data expressing 
E t as a function of the mole fraction, N 2. This equation was 
obtained by using the least square polynominal curve-fitting 
routine""" and the IBM 650 computer. Thus, for each temperature 
*'In the Georgia Tech Rich Electronic Computer Center 
this routine is indexed as IPL06. It was devised by the 
Statistical Laboratory of the University of Florida. 
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there was an expression giving the electromotive force of 
transfer as a function of the mole fraction, such as: 
E t = a + bN 2 + cn| + dN 2 + eN2. (3) 
Each solution was prepared with its concentration at 
or very near some definite composition. Thus at, or very 
near, this definite composition there were three potential 
measurements corresponding to each temperature. Using the 
computed fourth degree equation, the potential values for each 
of the definite concentrations were calculated. These poten­
tial values were converted to free energy of transfer values 
by multiplying each of potential quantities by -23060, i. e., 
A P t = -23060 E t. (1+) 
This calculation gave the free energy of transfer in calories 
per mole. 
The calculation of the potentials at each of the 
definite concentrations and the conversion of the calculated 
potentials into free energy data were both computed using 
the Bell General Purpose System""" and the IBM 650. 
'""The Bell General Purpose System is IPLOij. in the Georgia 
Tech Rich Electronic Computer Center. The system was devised 
by the Bell Telephone Laboratory. 
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For every one of the concentrations there were three 
free energy terms corresponding to the three different 
temperatures. Using these three values and the least square 
routine, a second degree equation was computed giving the 
free energy of transfer as a function of the absolute tem­
perature for each mole fraction, i. e., 
AF. = f + gT + hT . (5) 
The second degree equation was differentiated with respect 
to temperature, thus producing the temperature coefficient 
of A F t as a function of the temperature, 
3 A F. 
£ T 
IP, N, 
= g + 2hT. ( 6 ) 
Since 
A S. 
^ A F 
S T 
P, N 2 
(7) 
then 
AS. = -g -2hT. (8) 
The temperature was Inserted into the expressions for AS^., 
and the entropy of transfer was calculated for various 
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concentrations• 
By using the free energy and entropy of transfer and 
the temperature, the enthalpy of transfer was calculated for 
the various mole fractions. The fundamental thermodynamic 
equation 
A H t = A P t + T A S t ( 9 ) 
was used for this calculation. The Bell General Purpose 
System was again used; this time, for the calculation of 
A S t and A H t . 
The results obtained were for sodium chloride being 
transferred from glycol to water, sodium chloride being 
transferred from methanol to water, potassium chloride being 
transferred from glycol to water, and potassium chloride 
being transferred from methanol to water. There were only 
A V E R Y few V A L U E S F O R P O T A S S I U M C H L O R I D E T R A N S F E R from 
methanol, because potassium C H L O R I D E was only very slightly 
soluble in methanol and, as was previously mentioned, the 
solubility of the salt in the non-aqueous solvent controlled 
the concentration range covered. 
Tables 2 through 9 , Appendix II, contain the tabulated 
results obtained from the experimental measurements. Figures 
1 through 9 , Appendix II, contain the experimental results 
in a graphical form. Graphs of the F. plotted against the 
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square root of the mole fraction are also given. 
The electromotive force data had an error of about 
±0.3mv which produced an error in the AF-j. of about one per 
cent. The estimated error in the A S t is ±5 entropy units, 
and in the A H t , about twenty per cent for the transfer of 
sodium chloride from glycol to water. The error in the 
A St and AH-h for the other sets of solutes and solvents is 
much larger, and the A S t and the A H t values obtained pre­
sent only an idea as to the order of magnitude. The reason 
for this inexactness in these cases is probably the small 
number of experimental measurements made on these systems. 
The fourth degree equations (3) expressing A P t were not 
as accurate as those found for the transfer of sodium 
chloride from glycol to water. 
Gonductometric 
Resistances of various solutions were measured in 
the conductivity experiments, and from these measurements 
the dissociation constants of the salts in the non-aqueous 
solvents was determined. Shedlovskyis method (15) was used 
to calculate the dissociation constant from the resistances. 
This method requires that the equivalent conductance, A , 
for the solutions be calculated first from the resistance 
with appropriate correction for the conductivity of the 
solvent. Then with various solvent constants obtained from 
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the literature, the dissociation constant and the equivalent 
conductance at infinite dilution, f\ °, are obtained by an 
approximation method. The Bell General Purpose System and 
the IBM 650 computer were used to carry out this approxi­
mation. The A 0 was obtained In the computer program be­
fore the dissociation constant, K, was calculated. The 
absolute difference between the final value of A 0 and the 
next to the last value in the approximation of A ° computed 
was 0.0001. Only the solutions whose concentrations were 
less than 0,1 molal could be used for this approximation 
method. 
In Tables 11 through 15, Appendix IV, are found the 
values of the resistances and the equivalent conductances 
for solutions of various molalities. Also in that section 
are given the /\ 0 and K values for various salts in the 
different solvents. The error in the resistances and the 
equivalent conductances was about 0.1 per cent. The error 
In the /\° is estimated to be 0.5 per cent and that of the 
dissociation constant about ten per cent. 
The data for potassium chloride in methanol and most 
of the data for sodium chloride in methanol were obtained 
from the work of Butler, Schiff, and Gordon (9). In their 
paper no calculation of K was made. 
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CHAPTER V 
THEORETICAL CONSIDERATIONS 
The process of transfer described by reaction ( 1 ) 
might be carried out theoretically in two ways. In the first 
method the ions are removed from the non-aqueous solution and 
placed successively in the following solutions: a hypotheti­
cal non-aqueous solution in which the activity of the solute 
is equal to one, a hypothetical aqueous solution where the 
activity of the solute is equal to one, and finally, the real 
water solution. This process might be illustrated by the 
following equation: 
MCI 
(
 n o n - \ 
aqueous ] 
^ s o l u t i o n ] * A 
/ h y p o t h e t i c a l ^ 
MCI ( n o n - a q u e o u s 
V s o l u t i o n 
B 
hypothetical\ 
MCI | water 
solution ) 
C . MCI 
water 
solution ( 1 0 ) 
The second method involves removing the ions from the non­
aqueous solution, placing them in a vacuum, and finally 
plunging them into the aqueous solution. This second method 
is shown by the following equation: 
3 0 
MCI (non-aqueous 
V solution I MCI (vacuum) II 
MCl/ water \ 
I solution] ( I D 
The over-all equation for both processes is reaction ( 1 ) . 
from experiment, these processes will be studied and then 
possibly some of the ideas presented can be applied to the 
experimental measurements. 
General Thermodynamic Study of the Transfer Process 
The first process, which is illustrated by reaction 
( 1 0 ) , is one which relates the measured quantities with cer­
tain other thermodynamic quantities. According to reaction 
( 1 0 ) , step A, the free energy per mole of solute for this 
step, is given by 
where a^ is the activity of the solute in the non-aqueous 
solution and R and T have their usual meaning. (See Appen­
dix I where is given an index for all of the symbols used in 
this thesis.) For step B, the free energy per mole A Fg, is 
given by the equation, 
In order to give some meaning to the values obtained 
A F A = - R T In a£ 
A F B = F 2° -
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where F 2 ° 3 . 3 the chemical potential of the solute in the 
o 1 
hypothetical aqueous solution and is the chemical poten­
tial of the solute in the hypothetical non-aqueous solution. 
In step C the free energy per mole for this phase, A F q , is 
found to be 
L\Fn = RT In q — m JLII a. 2 
where a 2 is the activity of the solute in the aqueous solu­
tion. The sum of these free energy values is equal to the 
free energy of transfer, i. e., 
A F t = A P A + A F B + A F 
ii G 
or 
A F h = -RT In a 0 + F 0° -P n + RT In a, 
or 
A r , o
 0
f
 a 0 
A P t = F 2 -F + RT In fL . (12) 
A 2 
Using equation ( 1 2 ) , it is now possible to relate the 
free energy of transfer to the activity coefficient of each 
of the two solutions. By definition 
a 2 = ( F 2 H 2 Y and 
a 2 
3 2 
where f 2 and are the mean rational activity coefficients 
of the solute in the aqueous and non-aqueous solutions, 
respectively. For each measurement the temperature is con­
stant and 
N 2 = N 2. ( ! 3 ) 
Thus, from equation (12) 
A F t = P 2° - F 2° + 2RT In 2 % 
Setting 
o o»
 0 
yields the equation 
A F t = AF t° + 2 RT In f 2 . (li^ ) 
Before discussing the activity coefficients, a few 
statements about the meaning of A F^ should be presented. 
A F-j? is the free energy of transfer for the solute from the 
hypothetical non-aqueous solution to the hypothetical aqueous 
solution. In both hypothetical solutions the activity of the 
solute is equal to one. Since both f 2 and f 2 are one in the 
extremely dilute region, then 
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o oo 
A P t = <\Ft 
o o 
where A F-^  is the free energy of transfer at extreme dilu-
oo 
tion. A F^ -° or AF^. is an important thermodynamic property 
to evaluate for the transfer process, for it represents the 
free energy arising from only solvent-ion interaction and is 
free of any energy terms due to interionic attractions or 
repulsions. AP^.° may be positive, it may be negative, or in 
some rather unusual cases, it may actually be zero. Also, it 
should be pointed out that AF^. may vary in a positive or 
negative direction and in some regular or irregular manner 
as the mole fraction, N 2, is increased. More will be said 
about AF-j^when the method illustrated by equation ( 1 1 ) is 
discussed. 
Examination of the activity coefficient ratio and the 
term 2 RT In f 2 / f2* shows that this term represents a 
measure of the non-ideality of the transfer. This term might 
be considered to be due to interionic effects which appear 
as the concentration is increased. A very happy situation 
would be to know how this term changes with concentration. 
A very satisfactory value of AF t° could be obtained by sub­
tracting the value of RT In f 2 / f 2 from the value of A F t . 
This situation could be brought about by knowing how the acti­
vity coefficients in each solution vary with the mole fraction. 
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Experimentally, the variation of the activity co­
efficients with concentration has been measured for only a 
relatively small group of compounds, and the only solvent 
which has been studied to any degree is water. The activity 
coefficients of the alkali metal chlorides in water over a 
wide concentration range are readily obtainable (16). Ex­
perimental determinations of the activity coefficients of 
electrolytes in non-aqueous solvents are very few, and a 
large percentage have been made in water--non-aqueous sol­
vent mixtures. Izmailov and Ivanova (17) give several re­
ferences concerning the activity coefficients in non-aqueous 
solvents. However, only one of the solvents, methanol, which 
is covered in these references is of interest in this research. 
In that particular paper, Akerlof (18) shows how the activity 
coefficients of the alkali metal chlorides change as the 
water content of methanol-water mixtures is varied. He makes 
no measurements in the region of pure methanol; therefore 
this work is of little aid in getting the activity coefficients 
for this non-aqueous solvent. Since experimental work Is of 
such small quantity, possibly the activity coefficient might 
be calculated from theoretical considerations. 
In the history of solution theory many theories relating 
the mean activity coefficient with the concentration of the 
solution have been developed. The Debye-Huckel theory ( 1 9 ) , 
probably the best known, gives in its treatment the following 
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expression for a uni-univalent solute: 
A F t = AF t° + 1 6 . 7 0 ^ 10 m'd* 
T 2 / 1(1 + 0.001 m«M2)D« T 
, md 
(1 + .001mI4P)D3 
or using the expression 
6 / \ J -
log f 2 = - 1-82^6 x 10 md \ ( 1 5 ) 
(DT)3/2 V1 + ' 0 0 1 m M 2 / 
where D is the dielectric constant of the pure solvent, d 
is the density of the solution with m, molality, and is 
the formula weight of the solute. For the non-aqueous 
solution, 
log 4 = - l>^^6 x 10 6 ( m'd' \*- (16) 
( D f T ) J / \ 1 + 0.001 ra'Mg/ 
Substituting equations ( I F ? ) and (16) into equation ( 1 4 - ) 
,6 
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then 
A F t = * F t *( 5.280 1x 10 
8 
d'/D' 
d/D 3 (17) 
M 1N 1 + K 2 N 2 
Equation (17) might be referred to as the "limiting law" for 
the transfer process since the Debye-Huckel theory is valid 
only for dilute solutions. In the very dilute region d ! and 
d are approximately equal to the densities of the solvents, 
and MpNp is very small as compared with the product of I'LE* . 
should be a straight line. This function is plotted for the 
experimental data in Figures 1| through 6, Appendix II. 
Even the relatively simple Debye-Huckel theory, which 
is applicable only in a very dilute region, gives an expres­
sion that includes various parameters which are dependent 
on the concentration. More involved theories concerning the 
activity coefficients would probably include still more con­
centration dependent parameters. Thus, in this research only 
the Debye-Huckel treatment has been applied to the transfer 
process. Before A can be obtained from experimental 
measurements and activity coefficients, further work will have 
i 
Therefore, in the region of high dilution AF-^  versus N 2 2 
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to be done on the theoretical and experimental aspects of 
the activity coefficients in electrolytic solutions. 
A P^0 c a n 1° e obtained from experimental work by extra­
polation of the A P^ . values to extreme dilution. Probably 
the best way to perform such an extrapolation would be to 
use a plot of A P t versus N 3 and to extrapolate to extreme 
dilution using the straight line portion of the experimental 
curve. Measurements such as those obtained from cells being 
connected "back-to-back" have to be made in rather concen­
trated solutions, so undoubtedly only an approximate value 
of AF-t° can be obtained from experimental results. 
One further word should be said concerning the 
relationship of E^ _, the electromotive force of transfer, 
with the individual standard potentials of the cells being 
connected "back-to-back.11 Since 
A P t = -nQE.fc 
where n is the electrochemical valency (20), then using 
equation (li^), 
E t = S t° - 2RT In 
nq f 2 
_ o 
where E^ . is the electromotive force of transfer for the 
hypothetical solutions. In this research n is equal to one 
and the reactions which take place in each cell unit are: 
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Ag + xHg + MCI (a!2Y >~M(Hg) x + AgCl (18) 
for the non-aqueous solution and 
AgCl + M(Hg) x »~MC1 [^2) + Ag + xHg (19) 
for the aqueous solution. In the aqueous solution the electro­
motive force of the reaction is represented by 
Q 2 
where a 2(m) is the activity of the solute based on the molal 
scale. Similarly for the non-aqueous case 
-E« = - E ° ! + M In aj,(m). 
o o' 
E and E are the molal standard electrode potentials for the 
aqueous and non-aqueous solutions, respectively. Adding the 
reactions (18) and (19) produces reaction (1) and the equation 
Et = E - E 1 = E - E - g£ In -4 . (20) 
^ a 2(m) 
Since 
2 
a2(M) = (MY±) , 
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and 
then 
Y± = f 2 U -
when k is equal to one. These equations lead to 
= 2 m ZL. + 2 m f2 
In = 2 In + 2 In ^ . (21) 
2 
a 2
f
 (m) Mi £} 
Substituting equation (21) into equation (20), the following 
equation is obtained: 
t E t = E° - E 0' - 2 ^ in M l + in ^ < 2 2> 
t
 Q M-, HF? '1 2 
which makes 
E? = E° - E°' - 2 *T in i l - • (23) 
q M l 
Equation (22) relates the electromotive force of transfer, 
E^, for any concentration to the standard electrode poten­
tials. Thus, if the standard electrode potentials are known 
for a reaction both in water and in a non-aqueous solvent, 
A^t° c a n b e determined by using equation (23), calculating 
ko 
O 
the S t , and finally multiplying this quantity by - 2 3 0 6 0 . 
This final step will produce AP^ .° in calories per mole. 
A large amount of experimental data on the standard 
electrode potentials of reactions in water have been deter­
mined. Only a relatively small amount of data have been 
gathered for similar reactions in non-aqueous solvents. One 
of the major reactions which has been studied in non-aqueous 
solvents is the reaction: 
| H 2 + AgCl >-HCl (a^ + Ag. 
Obtaining the standard electrode potentials of this reaction 
in methanol and water from Robinson and Stokes ( 2 1 ) , AP t° 
has been calculated for the reaction: 
HCl (methanoij ^ H c l Nater'j 
and was found to be -J4.68I calories per mole at 25°G. The 
experimental value is given by Gurney ( 2 2 ) and is - I 4 . 6 6 O 
calories per mole. Values of A Pt° have been calculated for 
the HGl transfer from methanol to water at several tempera­
tures using the electromotive force data found in the litera­
ture. These values are found in Appendix III. 
This section was initiated by a brief look at the pro­
cess illustrated by reaction ( 1 0 ) , which gave a pathway for 
the investigation of the relationship of the free energy of 
in 
transfer to certain other quantities. These quantities 
have included the mean rational activity coefficients and 
the standard electrode potentials. This section has also 
provided a "limiting law" expression for the transfer pro­
cess. A partial look at the nature of A F t° was presented. 
This quantity and the entropy and enthalpy of transfer will 
be studied in the next section. 
The Transfer Process from a Solvation Viewpoint 
The second process illustrated by reaction ( 1 1 ) in­
volves removing the ion from the non-aqueous solution, plac­
ing it in a vacuum, and finally, plunging the ion into the 
aqueous solution. The first part of the process, part I, 
requires energy to be put into the system; the second part, 
part II, has energy being released. The ions require energy 
when being removed from a solvent and liberate energy when 
being placed in a solvent because of their interactions with 
the solvent molecules. All solvents, being dielectrics, will 
have a dielectric constant, D, greater than one, the di­
electric constant of a vacuum. The energy of the electric 
field set up by the ion in the solvent is l/D less than the 
field it produces in a vacuum. This extra energy, which is 
no longer associated with the solvated ion!s field, has been 
lost to the solvent molecules. Thus, in order to remove the 
ion from a solvent, extra energy must be supplied to create 
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a field of greater energy in the vacuum. Similarly, the 
reverse situation finds the ion as it goes from the vacuum 
into the solvent losing energy as its field strength is 
reduced. 
The process illustrated by reaction ( 1 1 ) requires two 
solvation phases. Since solvation is the major factor in 
the transfer process, the physical nature of the solvation 
process should be briefly pointed out. As an ion enters a 
polar solvent--polar solvents are the only type of solvents 
being used in this research--the ion finds itself surrounded 
by many associated solvent molecules. These associated mole­
cules have set up throughout the liquid a quasi-crystalline 
structure. In close proximity to the ion there exists a 
field of great magnitude; and those solvent molecules that 
are greatly influenced by this field will reorient themselves 
in accordance with the nature of the charge on the ion. This 
reorientation to form ion-dipole bonds will cause the breaking 
and bending of some dipole-dipole bonds. 
Considering the over-all process which is represented 
either by the sum of reactions I and II in process ( 1 1 ) or 
by reaction ( 1 ) , the total energy of the system can be in­
creased or decreased after such a reaction occurs. As Guggen­
heim ( 2 3 ) points out, the total energy change for a system is 
a more difficult concept to deal with than is the free energy 
change for the system. Thus, initially, the free energy of 
4 3 
transfer will be discussed. 
II of reaction ( 1 1 ) can be studied by the application of 
Bom's theory {2k)' Bora's theory gives a mathematical ex­
pression with several limitations for the free energy change 
for the transfer of an ion from a vacuum to a solvent with 
a dielectric constant, D. The expression for this change is 
where r is the radius of the ion, ze is the charge on the ion, 
and N is Avogadro»s number. Thus, for the situation shown by 
part I of equation ( 1 1 ) 
The free energy change produced in phase I and phase 
. 2 2 
z e 
2r 
and by II, 
It should be pointed out that the primary interest 
here will be focused on the interaction of the ion with the 
solvent molecules. The free energy, entropy, and enthalpy 
of transfer mentioned in this section are the quantities 
found at extreme dilution. 
kk 
The total free energy change would be: 
( 3 D 
According to equation (31) the free energy of transfer, ex­
clusive of any interionic effects, should be equal to the 
quantity on the right hand side of the equation. If D is 
greater than D !, which is normally the case, then the total 
free energy change represented by equation (31) is a negative 
quantity. Born !s equation also implies that as the radius 
of the ion is increased the negative free energy of transfer 
should decrease. This Implication as Gurney shows, is not 
what is found when a study is made of the transfer of the 
alkali chlorides from water-methanol mixtures to pure water. 
In Gurney1s research the negative free energy of transfer 
was found to increase as the radius of the metal ion Increased 
in contradiction to what might be predicted from the Born 
equation. 
What is producing this apparent contradiction between 
experiment and theory? Before this question can be answered, 
a few brief statements should be made concerning the structure 
of water and the entropy of solvation. 
Several recent authors (25) have used what might be 
classified as a refined tetrahedral model for the structure 
of water. Because of its polar nature the water molecule is 
k5 
considered to be a quadrupole with its four charges residing 
at the corners of an approximate tetrahedron. This tetra­
hedral charge arrangement of a central water molecule con­
trols the positions of the four neighboring water molecules. 
By such arrangements being set up throughout liquid water a 
liquid structure of some order is produced. What happens to 
the structure of water when it comes under the influence of 
a strong ionic field? 
When an ion is placed into solution three possible 
situations concerning the structure of the water can arise: 
first, the structure can be broken down; second, the struc­
ture can be built up or strengthened; and third, the struc­
ture can undergo no change. In water at room temperature 
there are ions which can perform the first two possibilities, 
i. e., cause the structure of water to be built up or broken 
down. 
Gurney (26) has given a summary of the experimental 
evidence for the order-producing and order-destroying nature 
of ions in water. Gurney also presents a model in order to 
explain this phenomenon. In brief, the model which he pre­
sents is the following: An uncharged particle is placed into 
the water. This particle is able to have a small charge 
placed on it and then have this charge increased. While the 
charge is very small, the field which it produces will have 
only a slight effect on the water molecules; i. e., no 
breaking or bending of solvent bonds takes place. The charge 
on the particle is slowly increased, and at a certain value 
the solvent molecules which are near the particle find their 
solvent bonds broken. At this stage the molecules are easily 
disturbed by thermal motions since neither the ion nor neigh­
boring water molecules have enough control to hold them in 
place. As the charge is increased further, the solvent mole­
cules orient themselves properly around the charged particle. 
The first stage, where the charge is so small that it has 
only a slight influence on the solvent molecules, has not 
yet been found to occur with ordinary ions. The second 
situation, where neither the ion nor the neighboring solvent 
molecules have the dominant influence on a particular solvent 
molecule, is considered to be the order-destroying ion. In 
water, large ions, such as the cesium ion and bromide ion, 
with a single charge, are found to be of the order-destroying 
type; and small ions, such as the lithium and sodium ions, 
are of the order-producing type. 
The order-producing, ordei?-destroying nature of ions 
in non-aqueous solvents is not too well-known. An indication 
of this nature can be obtained from the change in the vis­
cosity of the solvent after dissolving the solute in the sol­
vent. If the viscosity is increased, the solute particles 
have an over-all order-producing effect; if the viscosity is 
decreased, the solute particles are considered to have an 
over-all order-destroying effect. 
In the derivation of Bom's equation no consideration 
was given to the order-producing, order-destroying nature of 
ions on the solvent. As Gurney points out in his discussion 
of the transfer of the alkali chlorides from methanol-water 
mixtures to water, this effect can account for the inconsis-
tancy between the experimental values of the free energy of 
transfer and the values obtained from the Born theory. If 
the ions in the non-aqueous solution are order-producing and 
in the aqueous solution are order-destroying, then an increase 
In entropy will take place during the transfer of ions from 
the non-aqueous solution to the aqueous solution. Previously 
it was shown that such a process occurred with a negative free 
energy change; thus by 
AP t° = £.Ht° - T A S t ° , (32) 
an increase in entropy means a corresponding increase In the 
negative free energy. Therefore, in order to understand fully 
the transfer process, some knowledge of both the entropy and 
the free energy of transfer is needed. 
Since this research deals with a process that occurs 
in liquids, there is only a slight change in the volume of 
the system. This situation makes the total energy release or 
absorption approximately equal to the enthalpy of transfer. 
By equation (32) it is seen that Alit° is a function of AP t° 
and AS^° or it is a function of the potential energy of the 
system and the order-producing, order-destroying nature of 
the system. If the AS t° is a large positive quantity, then 
A H ^ 0 can have a sign opposite to that of A F^0 . 
This section was presented in order to point out the 
major features of the transfer process from a point of view 
which considered only the ion-solvent interaction. The 
relation between the measured free energy of transfer and the 
free energy calculated from Born!s theory was given along 
with a possible explanation of the disagreement which can arise 
between the two. The order-producing, order-destroying nature 
of ions was related to the entropy of transfer. The total 
energy of the transfer process was found to be approximately 
equal to the enthalpy of transfei?. 
The next chapter will relate the ideas presented in 
the two sections of this chapter with the experimental data 
obtained. 
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CHAPTER VI 
DISCUSSION OP RESULTS 
In Chapter V, the theoretical aspects of the transfer 
process were briefly covered. Use of the theoretical ideas 
presented could possibly provide some evaluation of the ex­
perimental data. This chapter will attempt to explain the 
data given in both tabular and graphical form in Appendix II. 
Data are given for the transfer of sodium chloride and potas­
sium chloride from methanol to water and from glycol to water. 
The values of A P t , A S t , and A H t are given in the tables 
for various mole fractions of solutes. 
Initial observation of the data for the transfer of 
sodium chloride and potassium chloride from methanol to water 
shows that the free energy of transfer of both is negative. 
It is observed, also, that the values for potassium chloride 
have larger negative values than those for sodium chloride. 
This relationship is similar to the one shown by Gurney ( 1 ) 
for the transfer of alkali chlorides from methanol-water mix­
tures to water. Even though the entropy data for sodium 
chloride are only approximate, the entropy is found to be 
positive and of the order of twenty to thirty entropy units. 
The entropy data for potassium chloride are too inexact to 
5o 
make any definite statement about them, other than to ob­
serve that the entropy is probably positive. For sodium 
chloride, AH^ is opposite in sign to the AF^, which is to 
be expected. Table 6 gives the first degree equations for 
X 
AF-k as a function of N 2 S at various temperatures. From 
these equations the intercept should give an empirical value 
of AF t° at the different temperatures. These values of A F-° 
increase with temperature as would be expected. 
The data for the transfer of potassium chloride and 
sodium chloride from glycol to water cover a wider concen­
tration range than do the data for the transfer of alkali 
metal chlorides from methanol to water. The negative free 
energy of transfer for potassium chloride is slightly less 
than that given for sodium chloride. The entropy of transfer 
for the sodium chloride is positive and of the order of ten 
entropy units. Similar data for potassium chloride are also 
positive, and the magnitude is about the same as for sodium 
chloride. The AH^ for both solutes is opposite in sign to 
o 
the AF^ and larger in absolute value. The A F t obtained 
i_ 
from the AF^ versus N 2 2 curve increases with temperature. 
The first and third curves for the potassium chloride data 
have the same slope. All of the curves for the sodium 
chloride have very nearly the same value for their slopes. 
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Use of the same solute, but for the transfer from 
different non-aqueous solvents to water, shows that the 
A F^ for methanol is three to four times larger than the same 
quantity for the glycol transfer. The glycol transfer also 
gives a much smaller change in entropy. The enthalpy change 
for the glycol transfer is possibly smaller than for the 
methanol transfer; however, the data are not accurate enough 
to make any definite comparison between the two transfers. 
One example is given for the calculation of the £> P^_ 
for the transfer of hydrogen chloride from methanol to water. 
Only the data at extreme dilution were used for the calcula­
tion in this case. The negative free energy is shown to in­
crease with temperature as does the entropy of transfer, 
- AH^ 0 decreases with temperature. 
All of the differences in the data produced are pri­
marily controlled by the differences in the disorder-order 
producing nature of the solute. As Gurney ( 1 ) pointed out, 
the ions of the alkali metal chlorides, in going from the 
methanol to water, produce a rather large amount of entropy. 
This large amount of entropy makes for a larger value of the 
free energy of transfer. For the glycol solutions the entropy 
is less, and, therefore, the free energy is less. The Born 
theory, however, would predict that the free energy of trans­
fer for both non-aqueous cases should be approximately equal 
since the dielectric constant of methanol (32.6 at 25°0) and 
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that of glycol (37-7 at 25°C) are very close. 
Potassium chloride has a larger negative free energy 
of transfer than sodium chloride, whereas the opposite is 
true for the glycol solutions. This statement might be re­
stated to say that Born's theory holds better for the glycol 
transfer than for the methanol transfer. Such a statement 
may be true since the entropy term is smaller for the glycol 
transfer and this smallness makes the order-disorder influence 
on Born's theory less than in the methanol case. 
Before the discussion can proceed some calculations 
should be made using Born's theory. For the methanol 
AF t° = -2.9b1 I > M C 1 — in kilocalories per mole 
at 25°G, where r M C l i n Angstrom units is the sum of the radius 
of the metal ion, r M, and the radius of the chloride ion, r G 1. 
Similarly for the glycol 
o rMPi o 
A F t = -2.29 — — — in kilocalories per mole at 25 G. 
rM rCl 
Assuming that the ionic radii are always constant no matter 
what solvent the ions are in, 
AF^for methanol _ 2.98 = -i o 
AF£> for glycol 2.29 
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This expression means that for a given solute transfer from 
methanol to water and from glycol to water, the free energy 
of transfer of methanol is 1.3 times that of glycol. Data 
from the sodium chloride experiment show that the value for 
methanol is 3.2 times that for glycol. From a comparison of 
different solutes in the same solvent, the following expres­
sion is obtained: 
^
F t ° KOI
 =
 * K C 1 x 'Na . 
A Ft° for KaCl r R r N a G 1 
Substitution of the values of the radii given by Latimer (27) 
for water gives the ratio of 0.91, whereas for glycol the 
experimental value is 0.95 and for methanol it is greater 
than one. 
Consideration of the applicability of Bornfs equation 
to the experimental values of A P t shows that Born's theory 
applies to some degree to the glycol transfer; but, as has 
been pointed out, the theory does not fully explain the values 
obtained in the methanol transfer. This fact is partially 
evident from the calculations presented above since, for the 
glycol, the ratio of the free energy of transfer for potassium 
chloride and for sodium chloride is very near to the theoreti­
cal value. The ratio could be even closer to or farther away 
from the theoretical value; for it is assumed that the radius 
of each ion is the same no matter which solvent it is in. 
5k 
This assumption would probably be invalid if ratios were not 
involved see Amis and Stern (28) . Since ratios are being 
used, only a major change in r, which would not be expected, 
would affect the theoretical ratio to any great extent. 
An explanation for the difference between the glycol 
and the methanol transfers is based on the order-disorder 
nature of the solute ions. Glycol and water at room tempera­
ture are both not too far above their respective melting 
points. (The melting point of glycol is -12°G.) However, 
for methanol and water at room temperature, methanol is about 
five times higher above its melting point than is water, 
(The melting point of methanol is - 9 8 ° G . ) Thus, an ion in 
methanol is in a solvent that is considerably more disordered, 
so practically the only thing the ion can do is produce order. 
In glycol the ion is surrounded with a solvent which has con­
siderably more order than is the situation in methanol. For 
this situation the ion can either produce a small amount of 
order or even destroy some of the order which still exists. 
The ion in water would find a similar situation to that found 
in the glycol. Since the glycol and water are similar, the 
order-producing nature of the ions would have a smaller in­
fluence on the transfer process, and the Born theory might 
apply. The methanol transfer would be just the opposite and 
Born's theory would not apply. By the use of such compounds 
as lithium chloride, cesium, and rubidium chloride in these 
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solvents more could evidently be learned about the nature 
of the transfer process. The lithium, cesium, and rubidium 
ions would be the extreme cases for consideration of size 
and possibly of order-disorder producing effects. 
The thallium (I) chloride transfer from glycol to 
water, in preliminary studies, was found to give a positive 
value for the free energy of transfer in the concentration 
region of 1 x 1 0 m o l e fraction units. Only a few values 
were obtained for thallium (I) chloride and these with rather 
poor precision. However, a positive value for A F^ was ob­
served, and this value is in direct disagreement with Bornfs 
theory. This disagreement might be explained by noticing 
that Bornfs theory was derived on the assumption that only 
Coulombic forces were important in a structureless dielectric 
medium. When an ion, such as the thallium (I) ion, is inves­
tigated, quantum-mechanical forces must be considered since 
thallium (I) is an ion with a non-inert gas type structure. 
The existence of these forces may lead to some rather unex­
pected values of the free energy of transfer. More work on 
this solute is planned. 
Some statements should be made concerning the extra-
polation of the curve, A F t versus N 2 3 . This extrapolation, 
as was shown previously, is what might be expected from the 
Debye-Huckel theory. It appears from the experimental 
measurements that the Debye-Huckel theory is valid over a 
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wider concentration range for this type of measurement than 
is normally the case. This fact could only be proved by 
making very accurate measurements in the very dilute region 
and extending these measurements out to the more concentrated 
region. However, this validity of this long-range concen­
tration might be expected. Since the term In f^/*^1 i s t n e 
expression that is causing the variation in F^ with con­
centration, and since the Debye-Huckel theory is being used 
to calculate the value of two activity coefficients, possibly 
some of the assumptions involved in the use of the Debye-
Hickel equation are partially removed in the subtraction of 
various quantities. 
A brief look at the conductance measurements made on 
potassium chloride and sodium chloride in methanol and glycol 
indicates that the dissociation constants obtained by Shed-
lovsky!s method are of the order of 0.2 to 0.3. Also, the 
values of A 0 for the methanol solutions are slightly less 
than the values obtained by Schiff and co-workers. This 
latter statement is to be expected when Shedlovskyfs method 
is used, as Fuoss (29) points out. The dissociation constants 
may be considerably in error. Further study and calculations 
are needed to give a better picture of the dissociation of 
the solutes in the non-aqueous solvents. One unusual feature 
is the fact that both methanol and glycol give about the same 
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dissociation constant, but sodium chloride, for example, is 
approximately eight times more soluble in glycol than in 
methanol. Until more research has been done in this area 
it is assumed that none of the AP-^ is due to a difference 
in the nature of ionization of the solute in the water and 
the non-aqueous solvent. 
The assumption that ionization is nearly complete in 
all the solvents used is probably valid for the region where 
the "limiting law" appears to hold. At the higher concen­
trations A F-fc varies only slightly with concentration. In 
this latter region A P^ includes a large amount of interionic 
effects. Possibly to understand more fully what is happening 
in this concentrated region, some knowledge of the dissociation 
constant is needed. 
Basically in this chapter an attempt has been made to 
coordinate the theoretical ideas of the previous chapter with 
the experimental values obtained. The experimental values 
have been compared with the values which might be obtained 
from Born!s theory. Any disagreement which resulted between 
the calculated and experimental values has been resolved by 
use of the ordering and disordering nature of the ions on 
the solvent. 
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CHAPTER VII 
SUMMARY OP RESULTS 
A brief outline of some of the major items which 
have been covered by this research should be given. The 
major objective of this research was to study reaction ( 1 ) . 
Some of the major points which have been brought out by 
this research are the following: 
( 1 ) The electromotive force of transfer is a 
function of the activity coefficients of the solutions being 
used. 
(2) The "limiting law" for the transfer process ex-
presses & F t as a function of N 2 S . 
( 3 ) The Born theory does not completely describe 
the transfer process. 
The deviations between the experimental values 
of A. P t and those calculated by use of the Born theory are 
best explained by considering the order-disorder producing 
nature of the solute*s ions on the solvent, 
(5 ) The ordering-disordering nature of ions can be 
evaluated from the entropy of transfer. 
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CHAPTER VIII 
RECOI#iENDATI ONS 
Only a beginning in the study of the transfer process 
has been presented in this thesis. There are two specific 
points of interest which should be investigated if further 
study on the transfer process is to be carried out. The 
first point is to investigate the preparation of an alkali 
metal electrode that can operate accurately at low concen­
trations in aqueous and non-aqueous solutions. 
The second point is the measurement of the transfer 
potential of a solute transferring from a non-aqueous solu­
tion to an aqueous solution when both solutions are at 
different temperatures. The difference between the tempera­
ture of each solution and the melting point of its respective 
solvent should be equal. Possibly from a study such as this 
the nature of the entropy of transfer could be investigated 
further. In this situation the entropy would possibly be 
small since the amount of order to be destroyed by an ion 
in each solvent is equal. That is, the entire transfer pro­
cess would gain as much entropy in the removal of the ion 
from the non-aqueous solution as it loses when the ion enters 
the aqueous solution. 
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More research should be carried out on various sol­
vents, especially acidic and basic ones. Many different 
solute-solvent combinations might be studied by application 
of the technique of the transfer process. The transfer of 
a solute from a non-aqueous solvent to water offers another 
method which, when sufficient experimental data are accumu­
lated, may add immeasurably to the knowledge of electrolytic 
solutions. 
APPENDICES 
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APPENDIX I 
SYMBOLS USED 
The following is a list of the symbols used in this 
thesis: 
D dielectric constant 
E t electromotive force of transfer 
E-tp electromotive force of transfer for the 
solute from the hypothetical non-aqueous 
solution to the hypothetical aqueous solution 
AF^. free energy of transfer 
&F A, AFB, A.Fc free energy terms (p. 30) (p. 31) 
AFt° free energy of transfer for the solute from 
the hypothetical non-aqueous solution to 
the hypothetical aqueous solution 
00 
free energy of transfer at extreme dilution 
F^0 free energy of a hypothetical solution 
A.H.b enthalpy of transfer 
&H-b° enthalpy of transfer at extreme dilution 
K dissociation constant 
M]_ molecular weight of solvent 
M 2 formula weight of the solute 
N 2 mole fraction 
N Avogadro's number 
P pressure 
Q, Faraday's constant 
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R gas constant 
A. S t entropy of transfer 
L\ S-fc0 entropy of transfer at extreme dilution 
T absolute Temperature 
¥]_ weight of solvent 
W 2 weight of solute 
Y Q actual value of Ej. at a mole N 2 
Y"'r ' value of E t calculated at N 2 by using the 
fourth degree equation 
a = activity of the solvent 
a 2 activity of the solute 
a, b, c, d, e constants (p. 2i\.) 
d density of solution 
f 2 mean rational activity coefficient 
f, g, h constant (p. 25) 
m molality 
n electrochemical valency 
r radius of the ion 
rM* PC1' rMCl rMCl ^ s " t i i e s u m i n Angstrom units 
of the radius of the metal ion, r^, 
and the radius of chloride ion, 
Ze charge on an ion 
Y± molal activity coefficient 
/\ equivalent conductance 
/\° equivalent conductance at inf. diln. 
A H the symbols which have a prime notation are for 
the non-aqueous solutions. 
APPENDIX II 
EXPERIMENTAL POTENTIOMETRIC DATA 
In this section are found all of the experimental 
data obtained for the transfer process. In tables 2, ll, 
and 5», is given, for each temperature at which measurements 
were made, a fourth degree equation with the electromotive 
force of transfer, E^, as a function of the mole fraction, 
N 2. With each equation is given its standard deviation, 
^ ( y 0 - Y*"") 2, where Y 0 is the actual value of E-t at a mole 
fraction, N 2, and Y*~ is the value of E-^  calculated at N 2 by 
using the fourth degree equation. 
In tables 6, 8, and 9, are presented the free energy, 
entropy, and enthalpy of transfer at various mole fractions. 
In these tables is shown, for each temperature, an equation 
expressing AFt a s a function of N^F. This equation was 
derived using only those values of A F-^  which appeared in 
Figures I}., 5* a n d 6, to lie along a straight line. 
Table 2 . Electromotive Force Data for the Transfer of Sodium Chloride from 
Methanol to Water, 
T = 2 5°C t = : J0°G T = j 5 g 
N 2 x 1 0 3 E t in volts N 2 x 1 0 3 S.J. in volts N 2 x 1 0 3 in volts 
0 . 5 0 1 1 0 . 1 9 ^ - 1 
. 9 9 6 1 + . 1 6 7 6 
1 . 0 0 3 . 1 6 6 1 
2 . L L 9 I L . 1 7 4 - 9 
3 . 0 1 5 . 1 7 3 3 
5 . 0 0 5 . 1 6 9 1 
5 . 9 9 1 . 1 6 6 7 
0 . 5 0 3 3 
1 . 0 0 7 
2 . 9 9 7 
3 . 0 0 6 
5 . 0 2 0 
6 . 0 2 3 
0 . 1 9 6 5 
. 1 6 9 5 
. 1 7 8 9 
. 1 7 9 7 
. 1 7 4 - 2 
. 1 7 2 1 
0 . 5 0 2 7 
I . O O J 4 . 
2 . 9 6 9 
4 - . 7 9 9 
5 . 9 3 6 
0 . 2 0 3 6 
. 1 9 3 6 
. I 6 3 6 
. 1 7 7 9 
. 1 7 6 4 
2 5 ° 0 E t = 0 . 2 0 3 9 - 2 2 . 3 6 N 2 + 5 . 9 3 3 x 1 0 3 N 2 2 
5 
- 7 . 2 2 9 x 1 0 ^ N 2 + 3 .0 I4.I x 7 k 
1 0 ' N 2 : 1.08 x 
3 0°C E t= 0 . 2 0 7 0 - 2 5 . 0 k $ 2 + 9 . 0 8 3 x 1 0 3 N 2 2 - 1 . 5 6 3 x 1 0 6 W 2 3 + 9 . 7 1 9 x lO^N^J 3 . 3 6 x 
3 5 ° G E t= 0 . 2 2 0 4 - k l . 8 9 N 2 + I . 8 I 4 - 6 x 1 0 4 N 2 2 - 3 . 6 0 5 x 1 0 ° N 2 3 + 2 . 1 4 - 7 7 x 
T a b l e j . E l e c t r o m o t i v e F o r c e D a t a f o r t h e T r a n s f e r o f P o t a s s i u m C h l o r i d e f r o m 
M e t h a n o l t o W a t e r . 
T = 2 5 ° C T = 30°C T = 3 5 ° C 
N 2 x 1 0 3 E t i n v o l t s N 2 x 1 0 E t i n v o l t s N 2 x 1 0 - E f e i n v o l t s 
O.I4.9S0 O .2 I4 -H O . Z O k k . 0.2q.29 0.50214- 0.2k2k 
.9922 .2175 I.OOI4. .2197 1 .006 . 2 3 2 1 
Table 4« Electromotive Force Data for the Transfer of Sodium Chloride from 
Ethylene Glycol to Water. 
T = 25°c T = 3o°c T = 0 ^ 0 , 
N P X 102 E T in ^ I 1 -t volts N 2 X 10
2 milli-
* t i n volts N 2 x 10
2 „ . milli-
*t volts 
0.05060 
.1020 
. 2550 
.3037 
.5019 
. 7543 
1.001 
1.018 
1.303 
1.501 
i.660 
2.504 
4.005 
56.92 
50.80 
46. 7^  
46.52 
43-44 
41.55 
40.53 
41.11 
40.00 
39.27 
37.50 
36.53 
34.53 
0.05012 
.05018 
.09972 
.1009 
. 3000 
.5002 
.5043 
.7537 
1.025 
1.309 
1.503 
1.879 
2.523 
4.045 
59.31 
58.16 
54-63 
52.57 
48.32 
45.19 
45.90 
44.00 
42.69 
41.32 
40.03 
38.94 
37.10 
35.90 
0.05006 
.05022 
.1001 
.1011 
.3001 
• 5020 
.5083 
• 7532 
1.003 
1.307 
1.509 
1.870 
2.506 
2.516 
4.001 
61.87 
60.41 
55.10 
56.28 
50.46 
48.27 
48.38 
45.88 
44.37 
43.34 
42.49 
40.16 
38.96 
39.77 37.70 
Table II. (Continued). 
I(?o - O 2 
x 10%2 + 1-[t-37 x lO^Np^x 1.71 x 10"^  
x lG^3 + 1.3^5 x 10%2^: 2.05 x 10 
x lO^Np3 4- 1.175 x lO^ Np4: 2.25 x 10"^  
or 
2S°C Et = 0.05'6l-3.866N2 + 33L1N2 -1.195 
30°C St = 0.058o7-3.973N2 + 327.2N22-1.161 
35°G Et = 0. 06101-3. 788N2 + 294-.5Np2-1.006 
Table 5. Electromotive Force Data for the Transfer of Potassium Chloride from 
Ethylene Glycol to Water. 
T = • 20°C T = = 25°C T = 30°C 
W 2 x 1 0 2 E t in ^ . r i 1 " 
volts 
N 2 x 1 0 2 in milli­
volts 
N 2 x 1 0 2 i n milli­
volts 
O.O504I 
.1017 
.2995 
.7013 
1.089 
1.090 
2.018 
50.17 
46.76 
42.49 
38.54 
37-76 
37.88 
35-00 
0.05150 
.09991 
.3001 
.6951 
. 7058 
1 r\ G <—) 
1.969 
53-45 
48.20 
43-89 
4I.I6 
41.40 
38.52 
37.72 
0.05106 
.09989 
.3010 
. 6951 
1.069 
1.977 
54.55 
50.43 
46.65 
43.40 
41.17 
36.60 
!(*«, -**V 
20°C E t = 0.05200-5.042N 2 
p 
+ 708.0N 2 • -4.370 
4 3 
x 10 N 2 9.382 x 10 v* 1.06 x 10" 
25°o s t = 0.05598-7 .626N 2 + 1447N 2 2 -1.143 x 1 0 % 2 3 2.948 x 10 3.73 x 10" 
30°C E t = 0.05645-5-792N 2 + 9 9 8 . 1 N 2 2 -7.517 x 1 0 ^ N 2
3 + 1.851 x 10 6 N 2 ^ : 2 .26 x 10" 
Table 6. Free Energy, Entropy, and Enthalpy of Transfer for Sodium Chloride from 
Methanol to Water. 
T = 25°C T = 30°C T = 35 °c 
N 2 x 103 N2"^ A s t A S t * Ht A F t A S t A H t 
o .5 0.02236 -4476 +0.1 -4400 -4531 22 2100 -4695 44 8800 
1.0 .03162 -4307 10 -1500 -4370 16 400 -4464 22 2300 
3.0 .05477 -3993 32 5430 -4133 24 3300 -4237 17 1100 
5 .o .07071 -3899 65 15000 -4017 30 5200 -4083 -4 -5300 
6.0 .07746 -3842 67 17000 -3968 37 7200 -4072 5 -2600 
25°C: A F t = -4599 + 10010 N 2 f 
30°C: A p t = -[j.636 + 8763 
35 °C: A p t = -1+736 + 8914 N 2* 
Table 7. Free Energy, Entropy, and Enthalpy of Transfer for Potassium Chloride 
from Methanol to Water. 
T = 25°C T = 30°C T = 35°C 
N 2 x 103 AP t * S t A H t ^ P t * S t A H t A P t ASt A H . 
o.S 0.02236 -5560 18 -200 -56io 2 -5000 -5560 -14 -9900 
1.0 .03162 -5010 -14 -9200 -5580 34 +5200 -5350 62 20000 
Table 8. Free Energy, Entropy, and Enthalpy of Transfer for Sodium Chloride 
from Ethylene Glycol to Water. 
T = 2S°C T = 30°C T = 35°C 
N 2 x 10 2 AF t A S t A F t AH^ A S t A H t 
0.05 0.02236 
-1251 +14 2800 -1313 11 2100 -1364 9 1400 
.1 .03162 -1212 13 2700 -1273 11 2200 -1326 10 1700 
.3 .05477 -1088 11 2100 -1143 11 2300 -1200 12 2400 
.5 .07071 -1006 9 1800 -1056 11 2200 -1112 12 2500 
.75 .08660 - 949 7 1200 - 991 10 1900 -1044 12 2600 
1.0 .1000 - 923 6 1000 - 960 8 1600 -1007 10 2200 
1.3 . l l i + 0 _ Q l i i ' • — R c-
1 
_ U / 1 / 1 V 1 
1 "3 H O 
— ^ ~ 
- 967 10 2100 
2000 1.5 .1225 - 912 4 200 - 938 7 1100 - 979 10 
1.8 .1342 - 904 3 -100 - 926 0 900 - 966 10 2100 
2.5 .1581 - 826 0.4 -700 - 614-6 7 1500 - 902 15 3700 
4.0 .2000 - 795 -3 -1600 - 607 7 1500 - 870 l o i4oo 
25°C: A P t = -1369 + 5131 
30°C: A F t = -1430 4- 5155 
35°C: A F t = -1431 + 5113 N 2* 
Table 9. Free Energy, Entropy, and Enthalpy of Transfer for Potassium Chloride 
from Ethylene Glycol to Water, 
T = 20°C T = 25°C T = 30°C 
N 2 x 1 0 2 N 2^ &F t A S t AH t A E t AS t- AH t AP t A S t A H t 
0.05 0.02236 -1145 
.1 • .03162 -1098 
.3 .05477 - 971 
.7 .08367 - 691 
1.09 .1044 - 871 
2.0 .1414 - 803 
17 3800 -1211 10 
10 1700 -1145 9 
27 6800 - 996 18 
14 3200 - 954 11 
-2 -1400 - 886 8 
+6 1500 - 650 11 
1600 -1240 2 -600 
1600 
-1189 9 1400 
4300 -1065 9 1700 
2400 -1004 9 1600 
1400 
- 948 17 4200 
2I4.OO 
- 911 14 3200 
1 
20°C: & F t = -1267 + 5391 N22~ 
25°C: A F t = -1354 + 6529 N^F 
30°C: A P t = -136O + 5391 


Figure 3. Electromotive Force Data for the Transfer of Sodium 
Chloride from Methanol to Water. 
1400 
Figure k. Free Energy of Transfer Versus for the Transfer of Potassium Chloride 
from Glycol to Water. 
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APPENDIX III 
CALCULATED THERMODYNAMIC QUANTITIES OP TRANSFER 
Table 10. Free Energy, Entropy, and Enthalpy of Transfer 
at Extreme Dilution for Hydrogen Chloride Trans• 
ferring from Methanol to Water. 
t in °C & F t in 
cals/mole 
A S t° in 
e. u. 
A H t in 
cals/mole 
15 
20 
25 
30 
35 ko 
45 
-4578 
-4831 
-4651 
-4734 
-4792 
-4849 
-4908 
10.9 
10.2 
10.4 
10.9 
H . 5 
11.8 
11.4 
-1446 
-1630 
-1589 
-1426 
-1248 
-1162 
-1290 
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APPENDIX IV 
CONDUCTANCE DATA 
The data assembled in this section cover the con­
ductivity measurements made on several non-aqueous solu­
tions. Only the data actually obtained by the methods given 
in Chapter IV are presented in this section. The K and A
 0 
were calculated using conductance data which were obtained 
at concentrations of 0.012 molar or less. Data used to 
calculate the K and A
 0 for sodium chloride and potassium 
chloride in methanol were found in the work of Schiff, 
Butler, and Gordon. The values of A
 0 in parentheses were 
the values obtained for these alkali metal chloride solu­
tions by Schiff and co-workers. 
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Table 11. Conductance Data for Potassium Chloride in 
Ethylene Glycol 
C x 10 2 N 2 x 10 3 R 
0.07630 0.04261 28475 9.337 
.1943 .1085 11449 9.H0 
.8926 .4982 2625.0 8.683 
1.598 .8918 1500.8 6.486 
4.281+ 2.387 593.86 7.997 
10.05 5.580 264.36 7.658 
18.29 10.12 150.29 7.403 
34.34 18.82 84-157 7.041 
K = 0.186; / \
 Q = 9.51 
Table 12. Conductance Data for Sodium Chloride in 
Ethylene Glycol. 
C x 10' N 2 x 10 3 R 
0.07905 0.04416 331^6 7.756 
.2179 .1215 12224 7.627 
1.058 .5904 2671.7 7.198 
1.867 1.042 1556.3 7.001 
3.978 2.217 763.63 6.697 
9.785 5.434 331.59 6.270 
17.34 9.588 197.51 5.940 
47.08 25.62 83.32 5.187 
74.36 39.88 58.61 4.068 
K = 0.208; A 0 = 7.94 
'0L+ 
Table 13. Conductance Data for Sodium Chloride in Methanol 
C x 1 0 2 N 2 x 103 R A 
1.230 0.5009 220.58 74.98 
2.460 1.001 120.58 68.25 
12.32 4.993 32.08 5 L 5 0 
K = 0 . 2 8 9 ;
 0 = 9 7 . 2 4 
( 9 7 . 6 1 ) 
Table 14. Conductance Data for Potassium Chloride in 
Methanol. 
K = 0.177; A = 104.45 
° (104.78) 
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